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1. Abstract 
The reaction of hexabromocyclododecane (HBCDD), a widely used brominated flame retardant, 
was studied in a heterogenous mixture containing reactive Fe(II) adsorbed to the iron oxide 
hematite. The adsorbed Fe(II)/iron oxide system has shown to be a potent reductant in the 
transformation of organic contaminants with relatively water soluble organic contaminants. 
There currently aren’t many studies involving hydrophobic organic contaminants, such as 
HBCDD, in this reducing Fe(II)/iron oxide system. The results indicate that across the pHs 6.86, 
6.95, 7.15 and 7.35 γ and β-HBCDD are degraded within a couple days. The pseudo-first order 
rate constants at pH 6.95 are 0.049 hr-1 for β-HBCDD and 0.043 hr-1 γ-HBCDD, reaching their 
half-life within 15 hours of the reaction. These experiments also illustrate the isomers experience 
slightly different reactivities with different pHs with α-HBCDD reacting the slowest.  
2. Introduction 
Iron is the fourth most abundant element on earth, the most common redox transition 
metal and an important nutrient for all life. It can be found in association with or covered by 
natural organic matter, in particles to which anions or positively charged metals have adsorbed, 
or as minerals that have mixed or co-precipitated with other minerals (28). Depending on the 
environmental conditions iron will exist in different oxidations states. In the presence of oxygen 
iron primarily exists as Fe(III). In subsurface environments where there are only trace amounts 
of oxygen due to microbial respiration, iron primarily exists as Fe(II). These microorganisms 
gain energy for growth by oxidation and reduction of iron which promotes iron cycling (28). 
This iron cycling has a large impact on the geochemistry of many environments through the 
availability of Fe(II) and Fe(III) species. The high concentration of ferric iron in soil and 
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sediment make it the most abundant electron acceptor in anoxic soils and freshwater sediments, 
which is only dominated in sea water by high sulfate concentrations (28). In natural 
environments the concentration of Fe(II) is controlled by adsorption and solubility. In subsurface 
anoxic conditions Fe(II) is stable at neutral pH and is therefore commonly found adsorbed to soil 
particles, cell surfaces and to the surface of ferric iron oxides.  
Ferric iron minerals are the main components of sediments primarily due to iron cycling. 
The dissolved Fe(II) in these environments have a high affinity for surface hydroxide groups on 
these ferric iron minerals (28). These adsorbed Fe(II) species experience enhanced reactivity, 
which is commonly theorized to be a product of surface complexation of Fe(II) by the hydroxo 
ligands on the mineral surface which increase the electron density at the Fe(II) center and 
stabilizes the Fe(III) product (5,11). These Fe(II) adsorbed species have been shown to reduce 
various organic contaminants such as nitrobenzenes (10), hexachloroethane (5), 4-chlorophenyl 
hydroxylamine (5), and conversion of NO2 to HONO (7). The rates of contaminant reduction 
have been related as proportional to the Fe(II) concentration adsorbed to the mineral surface and 
have shown to follow pseudo first order kinetics (5,10,11). Adsorbed Fe(II) species have shown 
to exhibit different reactivities depending on the iron mineral they are adsorbed to towards 
reductive pollutant transformation. The work of Elsner et al. demonstrated that different iron 
oxides have different reduction rates towards organic contaminants suggesting the Fe(II) 
reactivity to be influenced by structure. Studies involving the reduction of oxamyl, goethite and 
hematite produced different reaction rates with equivalent concentrations of Fe(II) adsorbed, 
suggesting compositional influence from these oxides (11). The reduction of hexachloroethane 
by Fe(II) adsorbed to goethite reported a surface area normalized kobs of 9.1×10
-4 h-1m-2L while 
hematite reported a rate constant of 1.5×10-4 h-1m-2L (5). This leads to the notion of a Fe(II) 
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surface complex that is responsible for contaminant reduction (5,10,11). However, the exact 
Fe(II) species that is responsible for the reduction of these contaminants has not yet been 
identified (11). Interestingly, the reduction of these organic contaminants occurs only when there 
is enough dissolved Fe(II) and adsorbed Fe(II) in the system. The work of Scherer and Williams 
showed that with no aqueous Fe(II) there was no reduction in a system containing different 
nitrobenzene’s (ArNO2) and goethite (11). After 1 hour they introduced aqueous Fe(II) into the 
system and noticed an almost immediate reduction reaction of ArNO2. The reaction was repeated 
with aqueous Fe(II) without the presence of goethite and there was no reduction reaction of 
ArNO2, showing that Fe(II) must associate with the mineral first before there is a reaction.  
The association of Fe(II) seems to differ depending on the iron oxide it is exposed to. For 
example, there is sufficient evidence to show that partial amounts of Fe(II) adsorbed to hematite 
is oxidized by structural Fe(III). Hematite, α-Fe2O3, is one of the many iron oxides that can be 
found in soil and sediments. The bulk structure of hematite can be thought of as a hexagonally 
closed packed unit cell, hcp, array of oxygen atoms with the iron atoms in two thirds of the 
octahedral sites. Hematite has common industrial applications with hematite electrodes but 
currently there are many studies involving adsorbed Fe(II) to hematite and its reactivity towards 
organic contaminant reduction. When performing these reduction experiments the recovery of 
Fe(II) after association with hematite, it has been found that less Fe(II) is recovered (11, 21, 22). 
This incomplete recovery has been previously attributed to electron transfer between Fe(II)-
Fe(III) implying oxidation of subsequent adsorbed Fe(II) species (11,21). The average bond 
length of FeII-O falls in the range of 2.14-2.18 Å in an octahedral coordinated environment (21). 
The work of Tanwar et al. has shown that the bond lengths of adsorbed FeII-O fall in the range of 
1.93-2.18 Å which are similar to the FeIII-O bond lengths of 1.95-2.11 Å in the hematite bulk 
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lattice (21). These findings strongly indicate that partial amounts of Fe(II) adsorbed is oxidized 
to Fe(III). When the Fe(II) is oxidized on the hematite surface an electron is released but the fate 
of this electron is not fully understood yet. Studies have provided possible theories on the fate of 
the injected electron which include: the electron is trapped in the near surface region, the electron 
migrates to the bulk lattice, or the electron transport results in reduction of Fe(III) near Fe(II) 
sites, which results in the release of Fe(II) from substrate into the solution (21). This illustrates 
the complexity of studying adsorbed Fe(II) mineral systems because there is so much that is not 
understood about these systems.  
For many adsorbed Fe(II) mineral systems it has been shown that the rate of 
decontaminant reduction is proportional with the concentration of adsorbed Fe(II) and pH 
(5,10,11). Generally iron oxides have the capacity to adsorb higher concentrations of Fe(II) as 
the pH increases, which in turn can increase the rate of reaction. In the work of Klausen et al. the 
adsorption of 0.24 mM Fe(II) to magnetite was measured as a function of pH. As the pH 
increased the percent of adsorbed Fe(II) increased along with the rate of reduction reaction of 
nitrobenzenes (10). However, the iron oxide hematite does not seem to follow this observation. 
The work of Liger et al. has shown that rates of U(IV) reduction by adsorbed Fe(II) were not 
proportional to the amount of Fe(II) adsorbed to hematite (26). Instead the results were described 
with a theoretical pH dependent Fe(II) surface complex. They used potentiometric titration 
curves from the addition of soluble Fe(II) to hematite suspensions. The titration data were fitted 
using a program, GRFIT, through trial and error using different combinations of Fe(II) 
complexes (26). The adsorbed Fe(II) complex that gave the best fit data was complexed to the 
hematite surface as the species ≡FeIIIOFeIIOH0. The reactivity of this adsorbed Fe(II) is enhanced 
by the increased electron density resulting from the deprotonation of the water molecule from its 
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hydration shell. As the pH is increased the reduction rate increases because the concentration of 
adsorbed ≡FeIIIOFeIIOH0 increases. These adsorbed Fe(II) species have shown to be important in 
the fate of various organic contaminants, especially new persistent chemicals such as 
1,2,5,6,9,10-hexabromocyclododecane (HBCDD). 
Hexabromocyclododecane is a brominated flame retardant, BFR, with global production 
in nearly 20,000 tons and worldwide one of the most used brominated flame retardants. It is 
primarily used as flame retardant in insulation materials in buildings, furniture (i.e., polyurethane 
foam), car cushions, packaging material and house hold electronics. Similar to other BFRs, 
HBCDD can enter the environment through a number of pathways such as emission during the 
production of BFRs, disposal of waste after production, or by leaching from consumer products. 
HBCDDs were first detected in fish and sediment samples from the river Viskan in Sweden and 
has been reported in a wide variety of environmental samples (1). Concentrations in top 
predators such as marine mammals and birds of prey were measured as high as 9,600 and 19,200 
ng/g lipid weight respectively (1). Humans are primarily exposed to HBCDD through consumer 
products such as furniture, thermal insulation inside buildings, and common electronics. The 
HBCDD found in homes is commonly in dust with concentrations up to 58,000 ng/g dry weight 
in Belgium (1). However, to date there have not been any studies showing the effects this 
exposure has on humans.  
There are many different stereoisomers of HBCDD but the most common are γ, α, β- 
HBCDD and are found in different concentrations in technical mixtures and the environment. 
Technical mixtures mainly consist of γ- HBCDD (75-89%), while α- HBCDD and β- HBCDD 
are present in lower amounts (10-13% and 1-12% respectively). The structures of the different 
stereoisomers are shown below in figure 1.  Due to their hydrophobicity these stereoisomers are 
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typically found strongly bound to solid particles such as soil, sediment and sewage sludge. The 
isomer profile of HBCDD in most surficial sediment samples are similar to the technical mixture 
with γ-HBCDD being the most abundant stereoisomer. However, α-HBCDD is the most  
 
 
 
 
 
 
 
 
 
 
Figure 1- Structure of the main three HBCDD stereoisomers α, β, γ-HBCDD and their enantiomeric pairs. 
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prominent stereoisomer in the majority of samples from marine fish. It was suggested that γ-
HBCDD is metabolized more quickly than then α stereoisomer which would lead to an 
enrichment of the α-HBCDD stereoisomer (1). However, it might also be possible that different 
abiotic degradation rate of HBCDD in soil and sediments may contribute to this shift in the 
stereoisomer composition. One study has reported the formation of tetrabromocyclododecane 
(TBDCe) and dibromocyclododecadiene (DBCDi) in aquatic sediments shown below in figure 2 
(9). 
 
 
 
 
 
 
The detection of these products hints towards reduction of HBCDD via debromination reactions 
in the sediment phase. HBCDD can be found associated to solid particles which can become part 
of the sediment phase which may contain high concentrations of highly reducing species such as 
sulfides (9) and as shown previously, adsorbed Fe(II). The work of Jans et al. determined rate 
constants for the reduction reaction of HBCDD with polysulfides and bisulfides in 
methanol/water solutions. It was shown that polysulfides exhibited second order rate kinetics 
with an observed rate constant of 2.2 (±0.3) ·10-4 M-1s-1 and the reaction with bisulfides were 
slower at 8.9 (±2.8) ·10-4 M-1s-1 for γ-HBCDD (9). The results also indicated that the three 
 
 
 
 
Figure 2- Structure of tetrabromocyclododecene (TBDCe) and dibromocyclododecadiene (DBCDi). 
9 
 
stereoisomers did not react at the same rate with sulfides (9). The abiotic reaction with sulfides 
showed preferential degradation of γ and β-HBCDD over α-HBCDD in sediment samples to α-
HBCDD in marine life samples.  In addition to sulfides there are many other reducing species 
found in sediments such as adsorbed Fe(II) that potentially can reduce HBCDD. 
 The studies of adsorbed Fe(II)/ iron oxide systems has shown that it is a potent reductant 
to organic contaminants. Many of these organic contaminants in these studies have relatively 
higher solubilities than that of HBCDD. For example, nitrobenzene has a solubility of 2.0 g/L 
(31) while the α, β and y-HBCDD isomers have water solubilities of 48.8, 14.7 and 2.1 μg/L, 
respectively (1). These solubilities show that HBCDD will primarily be found adsorbed to the 
iron oxide and it is unclear whether there would be a reaction at the iron oxide surface.  
The purpose of this work is to understand the role sediments and soils might play in the 
degradation of HBCDD in the environment. In order to elucidate this question, one reducing 
system that is known to exist in sediments was studied. The impact of Fe(II) species adsorbed to 
hematite on the degradation of HBCDD was determined by measuring pseudo first order rates of 
the reduction reaction.  
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3. Experimental Procedure 
3.1 Chemicals 
1,2,5,6,9,10-hexabromocyclododecane (HBCDD) was purchased from TCI Japan (99%, TCI, 
Tokyo Japan), ethyl acetate (EMD chemicals, Gibbstown, NJ), methanol (HPLC grade, EMD 
chemicals, Gibbstown, NJ), ferrous chloride (Thermo Fisher Scientific, Fair Lawn, NJ), sodium 
acetate (Fisher Scientific), 1,10-phenanthroline monohydrate (99%, Alpha Aesar, Heysham, 
England), PIPES free acid (VWR Life Science, Solon, OH), ammonium iron(II) sulfate 
hexahydrate (Alpha Aeser, Heysham, England), concentrated sulfuric acid (JT Baker), water 
(LC-MS grade), formic acid (Sigma-Aldrich, St. Louis, Mo), ferric nitrate (98%, Thermo Fischer 
Scientific) were used without further purification. 
3.2 Hematite Synthesis 
 The methods for synthesis of hematite was adapted from Schwertmann (29). A 5.0 M solution of 
500 mL of Fe(NO3)3 was heated to 90 ̊C and precipitated by the addition of 300 mL of 1 M KOH 
and 50 mL of 1 M NaHCO3, both preheated to 90 ̊C. The suspension was left in an oven at 85 ̊C 
for up to 60 hours. The resulting solution was centrifuged for three cycles at 2700 rpm for 5 
minutes and washed with milli-q water each cycle. The powder was left to dry in an oven at 55 C̊ 
for 72 hours, then ground into a fine powder with a pestle and mortar and stored in a desiccator 
until further use. The crystal structure of hematite was then characterized with XRD shown in the 
appendix. The surface area of the hematite powder was determined through BET measurements 
as 20.43 m2/g which is within the range reported in Schwertmann (29). 
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3.3 Method Optimization of Buffer preparation 
Four preliminary experiments were performed to determine the concentration of Fe(II) in the 
reaction solution. A suitable method had to be developed that would provide a reaction solution 
that contains dissolved Fe(II), pH buffer with a given amount of hematite. Individual test tubes 
were filled with given amounts of hematite and brought into the glove box. The anoxic reaction 
solution containing Fe(II) and pH buffer would be added to the test tube. The methods to prepare 
this anoxic reaction solution were explored.  
Buffer Preparation 1 
 The reaction solution containing 3 mM Fe2+ and 10 mM 1,4-piperazinediethanesulfonic acid 
(PIPES) was prepared. A 200 mM PIPES stock solution was prepared outside of the glovebox by 
dissolving 6.057 g of PIPES free acid powder in 50 mL of Milli-Q water. The pH of this solution 
was adjusted to 6.85- 6.90 by adding dropwise a 10 M NaOH stock solution. This was 
transferred to a 100 mL volumetric flask and diluted to the mark with Milli-Q water. The 200 
mM stock solution was transferred to a brown bottle where it was deoxygenated by purging with 
argon gas for 1 hour. 0.1192g of FeCl2 · 4H2O was weighed and transferred into an empty 200 
mL volumetric flask. There were 6 experimental test tubes used, 2 for dissolved Fe(II) 
concentrations, 2 for total Fe(II) concentrations and 2 control test tubes. 100 mg of hematite was 
weighed and put into the respective test tubes, with the control test tube containing no hematite. 
The deoxygenated PIPES buffer solution, ferrous chloride in the 200 mL volumetric flask and 6 
experimental test tubes without their caps containing hematite were transferred into the glove 
box. Inside the glove box 10 mL of the 200 mM PIPES stock was pipetted into the 200 mL 
volumetric flask containing the ferrous chloride. The solution was diluted to the mark with Milli-
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Q water that was deoxygenated for 1 hour. This lead to a final concentration of 3 mM Fe2+ and 
10 mM PIPES.  
Buffer Preparation 2 
 Identical reaction solutions from Buffer Preparation 1 were made but the PIPES solution and 
water were deoxygenated for 2 hours instead of 1 hour.  
Buffer Preparation 3 
Identical buffer solutions were prepared from Buffer Preparation 2. However, the concentration 
of the buffer was doubled by increasing the volume of 200 mM PIPES stock solution used to 20 
mL, instead of the previous 10 mL. 
Buffer Preparation 4 
The reaction solution changed to a stock solution containing 3 mM Fe2+ and 36 mM 
PIPES/MOPS buffer. PIPES buffer (1.085 g) was used for pH 6.8 and MOPS (0.8325 g) was 
used for pH 7.0, 7.2 and 7.5. The appropriate buffer was weighed outside of the glove box and 
transferred to a 100 mL volumetric flask. 0.059 g of FeCl2 · 4H2O was weighed outside of the 
glove box and set aside to be transferred into the glove box. 1 L of Milli-Q water was 
deoxygenated for 2 hours. The buffer powder, ferrous chloride and deoxygenated Milli-Q water 
were then transferred inside the glovebox. The buffer powder was dissolved inside the 
volumetric flask and diluted to the mark with the deoxygenated water. The buffer’s pH was then 
adjusted to the desired range using a deoxygenated 10 M NaOH solution or a deoxygenated 6 M 
HCl solution as needed. The pH adjusted buffer solution was then added to 0.059 g FeCl2 · 4H2O 
giving a final concentration of 3 mM Fe2+ and 36 mM buffer solution. 
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3.4 Experimental Setup 
Experimental Conditions 
Experiments were conducted in 8 mL test tubes with 5 mL of reaction solution containing either 
50 mg or 100 mg hematite.  The pH values of 6.8, 7.0, 7.2 and 7.5 were chosen because of their 
environmental relevance and to study the effect of pH on reaction rate and iron adsorption to 
hematite. The solutions were buffered with 36 mM of PIPES pH 6.8 and 36 mM MOPS for pH 
7.2 and 7.5. Higher concentrations of Fe(II) and hematite were used compared to other studies to 
compensate for the observed lower reaction rate of hematite to other iron oxides (5). All 
experiments were conducted within a glove box, (N2/H2) atmosphere, to prevent exposure of 
Fe(II) to oxygen. 
Preparation of Hematite suspension 
 A 100 mL of 3 mM Fe2+ and 36 mM buffer solution was prepared by following buffer 
preparation 4. The preparation of this solution was performed in a glove box to reduce exposure 
to oxygen. Aliquots of hematite were weighed outside of the glovebox and then transferred 
inside the glovebox where 5 mL of the Fe(II) stock solution was added. These solutions were left 
to equilibrate overnight on a rotator at 25 rpm to allow maximal adsorption of Fe(II) to hematite.  
Kinetic Experiments 
Kinetic experiments were started by adding 50 µL of 100 µM HBCDD in deoxygenated 
methanol to each test tube containing hematite suspensions and were put on the rotator. At 
various times a reaction test tube containing reaction solution was removed from the rotator and 
centrifuged (Clay Adams analytical centrifuge) at 3200 rpm for 30 seconds to separate the 
aqueous and solid phase. For experiments performed at pH 6.8, 7.0 and 7.2 the first sample was 
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taken after spiking every test tubes, then taken every hour. For the experiments at pH 7.5 the first 
sample was taken after every test tube was spiked, then every half-hour. 
 The aqueous phase was carefully removed with pipets and transferred to a 10 mL test tube. 2.5 
mL of ethyl acetate was added to the solid and aqueous phase to extract HBCDD. 1 mL of these 
extracts were transferred to a 2 mL brown vial and analyzed using LC-MSMS to quantify the 
remaining concentration of HBCDD in the aqueous and solid phase. External standards of 
HBCDD were prepared with every experiment with concentrations of 0.10 µM, 0.50 µM, 1.0 
µM, 1.5 µM and 2.0 µM. Calibration curves were plotted for each isomer which were used to 
calculate the concentrations of the remaining HBCDD in ethyl acetate extracts of the aqueous 
phase and in the ethyl acetate extract of the solid phase (hematite).  
3.5 Iron Determination 
Total Fe(II) concentrations were determined by digesting the hematite suspensions in 5 mL of    
1 M HCl for 1.5 hours on the rotator. The suspension was then filtered using a 3 mL syringe and 
13 mm PTFE syringe filter with 0.2 µm pore size. Control and dissolved Fe(II) concentrations 
were determined by filtering the hematite suspension with no prior acid digestion. 1 mL of the 
filtrate was added to a 25-mL volumetric flask containing 2.0 mL 1,10-phenanthroline (0.25%) 
aqueous solution and 3.0 mL 0.63 M acetic acid/ 0.1 M acetate buffer and diluted to the mark 
with Milli-Q water. The flasks were allowed to sit for 15 minutes to develop color and the 
absorbance of the solutions was measured using a spectrophotometer at 510 nm. Adsorbed Fe(II) 
concentrations were determined from the difference of total Fe(II) and dissolved Fe(II) 
concentrations. The concentrations of Fe(II) were determined with calibration curves generated 
with dilutions of a 0.18 mM ammonium iron(II) sulfate solution.  
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3.6 LC-MS/MS Analysis 
 The separation and quantification of the HBCDD diastereomers were performed using LC-
MS/MS (LC20AD, Shimadzu USA, Canby, OR/QTrap 4000, Applied Biosystems). Each 
diastereomer has a different retention time allowing for easy separation of each isomer. GC-MS 
is useful for analyzing total concentrations of HBCDD but ineffective for separate individual 
isomers because isomerization is observed at temperatures above 160 C̊. 
Ethyl acetate extracts were analyzed with double injections of 10 μL using a LC-MS/MS system. 
The column used was a Phenomenex Kinetex C18 (150 mm x 4.60 mm, 5 m particle size, 100 
Å pore size, double end capped). All experiments were analyzed by LC-MS/MS using a gradient 
method with a mobile phase flow rate of 1 mL/min and a 0.1% formic acid in both water and 
methanol as described below.  
Gradient method: mobile phase composition vs time : 0.1% Formic acid 
composition in methanol and water 
Time (minutes)   % A (LC-MS water) % B (LC-MS methanol) 
0.01 15 85 
0.5 15 85 
3 5 95 
8 5 95 
8.1 15 85 
9 15 85 
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MS-conditions: ESI (electrospray ionization) was used with the ion source in negative mode with 
the following MRM (multiple reaction transition) transitions used for quantification to monitor 
HBCDD isomers: 640.80-78.90, and 640.80-80.80.  
MS parameters 
DP declustering potential (DP) -40 V 
Entrance potential (EP) -10 V 
Collision Energy (CE) -42 V 
Collision Cell Exit Potential (CXP) -5 
Curtain gas (CUR) -30 arbitrary units (Nitrogen) 
Collision Gas (CAD) -8 arbitrary units (Nitrogen) 
Ion Spray voltage (IS) -2500 V 
Temperature (TEM) 250 C⁰ 
Ion source gas 1 (GS1) 60 arbitrary units (Nitrogen) 
Ion source gas 2 (GS2) 40 arbitrary units (Nitrogen) 
Interface Heater (IHE) on 
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4. Results and discussion 
4.1 Factors affecting Fe(II) concentration and degradation of HBCDD in kinetic 
experiments  
The difficulty of these experiments can be attributed to studying heterogenous systems. In these 
experiments each test tube is its own data point. Thus, it is important to keep the environmental 
conditions in each test tube similar. Any differences could lead to large variations in data. In 
addition, the presence of oxygen can significantly change the iron species present in solution and 
impact the reduction reaction of HBCDD. In total there were 11 kinetic experiments and 4 
preliminary experiments performed. There were three preliminary experiments (A, B, C), and 
three kinetic experiments (3,4,9) that were plagued with oxygen exposure and two kinetic 
experiments (1,2) executed with poor technique. The factors affecting these experiments are 
discussed below.  
Effects of oxygen exposure on preliminary experiments A, B and C 
Four preliminary experiments (A, B, C, and D) were performed to determine the amount of 
Fe(II) species remained dissolved after equilibrating Fe(II) with hematite for 24 h. The 
preliminary experiments were performed at pH 6.80 with duplicates for dissolved Fe(II), total 
Fe(II) and control Fe(II) (without hematite) containing 100 mg of hematite in each experimental 
test tube.  It is important to understand the concentration of the Fe(II) species in solution because 
they would affect the degradation rate of HBCDD by Fe(II) adsorbed to hematite. The 
concentration of the Fe(II) species in solution was determined using the 1,10-phenathroline 
method as stated in the experimental procedure. The concentrations of the adsorbed Fe(II) was 
determined from the difference of the concentrations of the total from the dissolved, 𝐶𝑎𝑑𝑠𝑜𝑟𝑏𝑒𝑑 =
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𝐶𝑡𝑜𝑡𝑎𝑙 − 𝐶𝑑𝑖𝑠𝑠𝑜𝑙𝑣𝑒𝑑. The concentrations were determined by extrapolation from an external 
standard calibration curve plotted from dilutions of a 0.18 mM ammonium iron(II) sulfate stock 
solution. The calibration curve is shown in figure 3 along with the appropriate dilutions used for 
the standard curve in table 1. The corrected absorbances are the raw absorbances of the Fe(II) 
species subtracted from the blank, 𝐴𝑐𝑜𝑟𝑟𝑒𝑐𝑡𝑒𝑑 = 𝐴𝐹𝑒(𝐼𝐼) − 𝐴𝑏𝑙𝑎𝑛𝑘. 
 
 
 
Figure 3- A Fe(II) standard calibration curve for the phenanthroline method used to calculate the 
concentration of the total and dissolved Fe(II). The slope of 11,433 cm-1M-1 is in good agreement with 
the literature molar absorptivity 11,000 cm-1M-1 (30). 
Table 1: Concentrations and absorbances for 
Fe(II) calibration curve 
Concentration (M) Absorbance Corrected 
Absorbance 
0.0000072 0.158 0.091 
0.000018 0.318 0.251 
0.000036 0.506 0.439 
0.000054 0.753 0.686 
0.000072 0.952 0.885 
0.00009 1.091 1.024 
Blank 0.0671 
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The concentration of the Fe(II) species in the preliminary experiments A, B and C are 
shown below in table 2. The experiments followed the Buffer preparation 1-3, respectively, 
stated previously in the experimental procedures. It was clear that there was oxygen in solution 
because the iron stock solution turned yellow with slight precipitation after dissolving the ferrous 
chloride in the PIPES buffer. This precipitation is a sign of Fe(OH)3 forming from Fe(II) 
oxidation. This oxygen had a drastic effect on the concentration of the Fe(II) species within the 
solution as shown in table 2. The amount of Fe(II) recovered in the control test tubes was 1.1 
 
Table 2: Fe(II) Concentrations for Experiments A, B, and C 
Experiment A 
  
Fe(II) species Absorbance Corrected absorbance Concentration (M) 
Dissolved  0.274 0.0277 0.000384 
Dissolved  0.305 0.239 0.000452 
Total Fe 0.249 0.183 0.000494 
Total Fe 0.224 0.158 0.000414 
Control 0.598 0.532 0.00109 
Control 0.612 0.546 0.00112 
Blank 0.0661 
  
Experiment B 
  
Fe(II) species Absorbance Corrected absorbance Concentration (M) 
Dissolved  0.0809 0.0314 -6.60 x 10-6 
Dissolved  0.0894 0.0399 2.40E-05 
Total Fe 0.177 0.1274 0.000203 
Total Fe 0.144 0.0945 0.000263 
Control 0.51 0.4605 0.000931 
Control 0.464 0.4146 0.000831 
Blank 0.046 
  
Experiment C 
  
Fe(II) species Absorbance Corrected absorbance Concentration (M) 
Dissolved  0.0483 -0.0028 -8.13 x 10-5 
Dissolved  0.0539 0.0028 -6.90 x 10-5 
Total Fe 0.1294 0.0783 0.000192 
Total Fe 0.1002 0.0491 6.43 x 10-5 
Control 0.2412 0.190 0.000340 
Control 0.2904 0.239 0.000448 
Blank 0.0511 
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mM for experiments A which is barely 37% of the initial concentration of 3 mM. The average 
concentration of the total and dissolved was 0.454 mM and 0.418 mM, respectively, which is 
about 15% of the initial concentration of Fe(II) added. The oxygen exposure was hypothesized to 
be a product of ineffective deoxygenation of the buffer solutions by purging with argon gas for 1 
h. In experiment A, which used Buffer preparation 1, both the Milli-Q water and PIPES buffer 
had to be deoxygenated. If either solution contained oxygen, then the entire final buffer would 
become exposed. In addition, the first experiment used water that was already present inside the 
glove box. To correct this in experiment B, the PIPES buffer solution and a fresh batch of 1 L 
Milli-Q water were deoxygenated for 2 hours instead of 1 hour.  
 The effects of this change are shown in table 2. However, even after purging with argon 
for 2 hours the Fe(II) concentration of the control test tubes in experiment B were slightly lower 
than experiment A. There was almost no dissolved Fe(II) present and the total Fe(II) 
concentration was less than 10 % of the initial concentration of Fe(II) added. The negative 
concentration in the dissolved Fe(II) is due to a corrected absorbance that is lower than the y-
intercept in the calibration curve. This still indicates that not all the oxygen was removed in the 
preparation of the reaction solution. Increasing the time of purging with argon did not seem to 
solve this problem. In addition to oxygen exposure, it was hypothesized that the buffer 
concentration could be too low, which would cause changes in pH and affect the Fe(II) species.  
 In experiment C the concentration of PIPES was doubled from 10 mM to 20 mM and an 
additional test tube was added to measure the pH after they were allowed to equilibrate 
overnight. The iron determination data for experiment C is shown in table 2 and were even lower 
than compared to experiment B. In addition, the initial pH of experiment C was 6.85 but the 
measured pH of the hematite suspension after 24 h was 5.70. This shows that the concentration 
21 
 
of the buffer is insufficient to keep a consistent pH. These results lead to the change of Buffer 
Preparation 3 to 4, to reduce the amount of solutions to be deoxygenated and increasing the 
buffer concentration.  
 The oxygen exposure through solution was one factor that caused inadequate recovery of 
Fe(II) in the preliminary experiments. Oxygen exposure plagued the first three preliminary 
experiments (A, B, C) but the first order kinetic experiments were affected by other factors. The 
first two kinetic experiments were affected by data variation from poor technique which are 
discussed. 
Effects of technique on kinetic experiments 1, and 2 
The variation in the first two experiments were human error, there was an observed trend 
showing a decrease in HBCDD concentration, but the data points varied quite a bit. These 
variations in data points which can be attributed to the difficulty of studying heterogenous 
mixtures. Minute changes between test tubes which include the weight of hematite, exact volume 
of buffer stock pipetted into each test tube, volume of ethyl acetate used for extraction and 
cleanliness of glassware can lead to large variations in data.  
To reduce these variables a fresh acid bath of 1 M HNO3 was prepared to ensure the 
removal of any ferric ions stuck to glassware. The same 5 mL pipets were used for each 
experiment to ensure consistent volumes of buffer were inside each experimental test tube. The 
weights of hematite were recorded for individual test tubes and were in the range of 99.5 – 100.7 
mg. The effect of these changes is shown below in figure 4. On the left is experiment 2 where 
human error is apparent in the data points. The changes to ensure that each test tube has identical 
conditions become apparent after experiment 6 shown on the right in figure 4. The amount of 
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data points remained the same but were spread out over a longer time course to capture at least 
two half-lives of the HBCDD reduction. As shown in figure 4, after ensuring proper technique 
there is an increase in the reproducibility of the results even though there are still slight 
variations in data points. 
Ensuring proper technique when executing these heterogenous studies has shown to be 
important to observe clear trend in data. However, there are factors that can affect the data that 
are out of control of proper technique. During kinetic experiments 3, 4 and 9 there was a hole 
found in the glove box that allowed oxygen to seep into the glove box atmosphere. The effects of 
this oxygen exposure is discussed. 
Effects of oxygen exposure on kinetic experiments 3,4 and 9 
The kinetic experiment 3, and 4 were performed at pH 6.80 with 100 mg and 50 mg hematite, 
respectively and initial 3 mM Fe(II) in 36 mM PIPES buffer solution. Experiment 9 was 
performed at pH 7.0 with 100 mg hematite, 3 mM Fe(II) in 36 mM MOPS buffer solution. The 
 
Figure 4- The natural logarithm plot of [HBCDD] vs time for experiment 2 of β-HBCDD in the solid phase is shown on 
the left. The reaction conditions were 100 mg hematite, 36 mM PIPES buffer, intial 3 mM Fe(II) and final pH of 6.80. On 
the right is the same logarithmic plot for experiment 6 with the same reactions conditions but a final pH of 6.86. 
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kinetic experiments 3, 4 and 9 were plagued with oxygen exposure through the glove box, not 
directly in solution. This oxygen inside the glove box did not appear to affect the Fe(II) species 
in solution because there is Fe(II) concentration determination data for these experiments shown 
below in table 3. 
 
Shown previously, when the ferrous chloride is exposed to oxygen through the solution there is 
only about 35% of the Fe(II) recovered in the control test tubes. As shown from the Fe(II) 
concentration in table 3, the oxygen in the glove box atmosphere did not affect the Fe(II) 
concentrations to any appreciable extent. Thus, the skewed data present in figure 5 below is due 
to oxygen exposure through the glove box atmosphere. 
Figure 5 contains the logarithmic plot of total β- HBCDD reduction in experiment 3 on the left. 
There were many data points that reported negative concentrations and could not be plotted 
which explains why there are so few data points for experiment 3. The negative concentrations 
 
Table 3: Kinetic Experiment 3, 4, 9 exposed to oxygen and their 
Fe(II) concentration data  
pH Dissolved 
Fe(II) (mM) 
Adsorbed 
Fe(II) (mM) 
Total 
Fe(II) 
(mM) 
Control 
Fe(II) 
(mM) 
experiment 3 6.79 1.05 0.94 1.99 2.32 
experiment 4 6.7 1.47 0.652 2.118 2.12 
experiment 9 7.01 0.8 0.97 1.77 2.3 
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were due to peak areas for β-HBCDD that were smaller than the y-intercept in the calibration 
curve. These small peak areas mean there was no β-HBCDD in the ethyl acetate extract due to 
poor extraction or a fast reduction reaction in the presence of oxygen. There is no observed trend 
between the data points and there is a big difference between the data points somehow giving a 
trend line that shows increasing concentration of HBCDD. As of yet there is no clear explanation 
for why oxygen exposure in the atmosphere could have this effect on the time course. When 
injecting the HBCDD stock solution into these test tubes the caps must be removed which could 
potentially allow small amounts of oxygen to enter the test tubes and interact with equilibrated 
system. 
 On the right of figure 5 is the logarithmic plot for experiment 8 which was performed at 
pH 7.35 with 100 mg hematite, 3 mM Fe(II) and 36 mM MOPS buffer solution. This plot shows 
no reaction due to inadequate concentrations of Fe(II) dissolved to sustain a reduction reaction. 
Figure 5 shows the difference between a reaction that has oxygen exposure and one that does not 
have enough Fe(II) to sustain a reaction.  
 
Figure 5- On the left is the natural logarithmic plot of [HBCDD] vs time for experiment 3. The reaction conditions were 100 mg 
hematite, 36 mM PIPES buffer, initial 3 mM Fe(II) and final pH 6.79. The natural logarithmic plot on the right shows experiment 8 
with reaction conditions of 100 mg hematite, 36 mM MOPS buffer, initial 3 mM Fe(II), and final pH 7.36. 
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These experiments illustrate the factors that plagued early experiments along with the 
changes made that were necessary to achieve reproducible data. Repairing the glove box and 
ensuring proper technique when handling the test tubes allowed for reproducible results in the 
following kinetic experiments. 
4.2 Degradation of HBCDD by Fe(II) adsorbed to hematite 
The pseudo first order rate constants were determined by plotting the natural logarithm of 
HBCDD concentrations versus time. The HBCDD concentrations were measured by 
extrapolation of HBCDD stereoisomer calibration curves that were plotted in each kinetic 
experiment. Figure 6 shows a calibration curve for γ-HBCDD that was plotted for kinetic 
experiment 6.  
These calibration curves were plotted for each stereoisomer in all experiments and were used to 
extrapolate concentrations of HBCDD in the ethyl acetate extracts. This data was plotted in excel 
 
Figure 6- External standard calibration curve for the γ-HBCDD stereoisomer plotted from peak areas from 
LC-MSMS chromatograms.  
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and a linear regression was assumed. The pseudo first order rate constants were taken as the 
negative of the slopes from the ln[HBCDD] vs time plots. 
4.3 Fe(II) adsorption to hematite 
The effects of oxygen exposure, improper technique and its effect on Fe(II) species and HBCDD 
kinetics were demonstrated earlier. These experiments lead to the development of Buffer 
Preparation 4 which allowed reproducible and consistent results when measuring Fe(II) 
concentrations in preliminary experiment D, and all kinetic experiments. The effects of these 
changes are shown as well as the effects pH has on the concentration of Fe(II) adsorbed to 
hematite. 
Preliminary Experiment D 
Preliminary experiment D was the final iron determination experiment performed before starting 
the kinetic experiments. The development of this method allowed the research to progress. The 
amount of solutions that needed to be deoxygenated in Buffer Preparation 4 was reduced to 
solely water and the concentration of the buffer was increased from 20 mM to 36 mM. The total 
buffer volume was reduced to 100 mL, the test tubes were changed from 15 mL to 8 mL to 
reduce the waste produced and the amount of reaction solution decreased from 10 mL to 5 mL. 
The oxygen exposure was reduced by preparing the buffer solution inside the glove box only 
requiring water to be deoxygenated. The buffer powders, ferrous chloride and hematite were 
weighed outside of the glove box and then transferred inside with the deoxygenated water. The 
buffer solution was then prepared, and the pH was adjusted inside the glove box to slightly 
higher than the desired pH. When dissolving the ferrous chloride into the buffer solution it has 
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been observed that the solution pH drops slightly. There was no observed precipitation after 
dissolving the ferrous chloride into the buffer solution using this method.  
The iron determination data for experiment D is shown below in table 4. There was a 
drastic increase of Fe(II) recovered in the control test tubes from an average of 1.1 mM in 
experiment A to 2.2 mM in experiment D. The dissolved Fe(II) had an average concentration of 
1.23 mM and the total concentration was an average of 2.1 mM. The pH of the solution dropped 
by 0.07 units after 24 hours of equilibrating. This buffer preparation method is used to prepare 
reaction solutions for all kinetic experiments. 
 
Effects of pH on Fe(II) concentration in kinetic experiments  
The inconsistencies of the first four kinetic experiments were discussed earlier and the 
changes lead to six kinetic experiments that produced clear trends with different reaction 
conditions. The concentration of the Fe(II) species in the system was taken for every kinetic 
experiment to determine the effect that adsorbed Fe(II) will have on the degradation of HBCDD. 
Table 5 below shows the Fe(II) concentration data for experiments 5-11.  
 
Table 4: Fe(II) concentration data for preliminary Experiment 
D 
Experiment D 
  
Fe(II) species Absorbance Corrected absorbance Concentration (M) 
Dissolved  0.5597 0.512 0.00105 
Dissolved  0.704 0.657 0.00136 
Total Fe 0.7542 0.707 0.00221 
Total Fe 0.698 0.651 0.00202 
Control 1.0992 1.052 0.00223 
Control 1.0697 1.022 0.00216 
Blank 0.0474 
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The reaction conditions varied slightly to test the effect pH, concentration of hematite and 
initial Fe(II) have on the reduction rate of HBCDD. Experiment 5 was performed at pH 6.76 with 
36 mM PIPES buffer solution, 50 mg hematite and 3 mM initial Fe(II). Experiment 6 was 
performed at pH 6.86 with 36 mM PIPES buffer solution, 100 mg hematite and 3 mM initial 
Fe(II). Experiments 7-10 were performed with 36 mM MOPS at various pH, 100 mg hematite 
and 3 mM initial Fe(II). Experiment 11 was performed at pH 7.35 with 36 mM MOPS buffer 
solution, 100 mg hematite and 6 mM initial Fe(II).  
Shown previously, it is important to remove oxygen in the buffer solutions to recover 
Fe(II) from the reaction solutions. However, even with the removal of oxygen from solution, 
there is a slightly lower recovery of Fe(II) from the control test tubes in the kinetic experiments 
 
Table 5: Pseudo first order kinetic experiments 5-11, their pH and Fe(II) concentrations 
Experiment pH Dissolved 
Fe(II) mM 
Adsorbed 
Fe(II) mM 
Total 
Fe(II) mM 
Control 
Fe(II) mM 
Initial  
Fe(II) mM 
5 6.76 1.3 0.5 1.8 2.1 3.0 
6 6.86 0.733 1.13 1.87 2.4 3.0 
7 7.15 0.153 1.16 1.32 2.25 3.0 
8 7.36 0.17 1.03 1.2 2.18 3.0 
9 7.01 0.8 0.97 1.77 2.3 3.0 
10 6.95 0.717 0.813 1.53 2.04 3.0 
11 7.35 1.34 2.11 3.44 4 6.0 
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as shown in table 5. This lower recovery could be attributed to slight oxygen exposure or 
impurities within the ferrous chloride. The ferrous chloride powder used contained yellow solids 
which hints towards the oxidation of Fe(II) in the powder. The oxygen exposure could happen 
from the air lock. The air lock to the glove box cycles three times, removing 33% of the air each 
cycle. At the end of the three cycles there would be about 3% of the initial air left in the air lock 
and it is possible that completely removing the air from inside these long thing test tubes is 
difficult, allowing for small amounts of oxygen to be present inside the test tubes. However, this 
does not explain the decreasing trend of the total Fe(II) concentration. 
 
In every kinetic experiment it was observed that the total concentration of Fe(II) was 
lower than the control. The relationship between total Fe(II) % recovery and pH are shown above 
 
Figure 7- The total percent (
[𝑇𝑜𝑡𝑎𝑙 𝐹𝑒(𝐼𝐼)]
[𝐶𝑜𝑛𝑡𝑟𝑜𝑙 𝐹𝑒(𝐼𝐼)]
) of Fe(II) recovered for the kinetic experiments 6, 7, 8, 9, and 10. The reaction 
conditions for these experiments were initial 3 mM Fe(II), 100 mg hematite, 36 mM PIPES for pH 6.86 and 36 mM MOPS for 
pH above 7. 
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in figure 7. There is a clear trend of decreasing total Fe(II) % recovered as pH increases. The 
total % Fe(II) recovered decreases from 78% at pH 6.86, to 55% recovered at pH 7.36. This 
incomplete recovery has been previously attributed to electron transfer between Fe(II)-Fe(III) 
implying oxidation of subsequent adsorbed Fe(II) species (11,21). This observation explains the 
consistent result of lower total Fe(II) concentration when compared to control concentrations. 
When the Fe(II) adsorbs to the hematite surface, there is a partial amount that is oxidized and 
would not be recovered as Fe(II).  
As the pH increases it has been observed that the amount of Fe(II) adsorbed to the surface 
of iron oxides increases. This could explain why the ratio of total:control concentration of Fe(II) 
decreases with pH (21). As the pH increases there is more Fe(II) adsorbed to the surface of 
hematite, this would increase the amount of Fe(II) that is oxidized by the structural Fe(III). The 
more Fe(II) oxidized by structural Fe(III), the less Fe(II) will be recovered. As mentioned in the 
introduction, when the adsorbed Fe(II) is oxidized an electron is released but the fate of this 
electron is not fully understood yet.  
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Generally, as pH increases iron oxides have the capacity to adsorb higher concentrations 
of Fe(II) as mentioned in the introduction. The trend of Fe(II) adsorbed to hematite across 
different pH’s are shown below in figure 7. 
 These results make hematite stand out amongst other iron oxides because figure 8 does 
not show a clear trend of increasing adsorbed Fe(II) concentrations with pH. This can be 
misleading because it appears that hematite does not adsorb higher concentrations of Fe(II) as the 
pH increases. However, shown earlier the concentration of total Fe(II) recovered decreases with 
pH. This could indicate hematite adsorbs higher concentration of Fe(II) as the pH increases but a 
partial amount of it gets oxidized by the structural Fe(III) in hematite. This effect can be seen in 
the difference of Fe(II) concentrations in experiment 6 and 7. 
Experiment 6 was performed at pH 6.86 with an adsorbed Fe(II) concentration of       
1.13 mM while experiment 7 was performed at pH 6.95 with an adsorbed Fe(II) concentration of 
 
Figure 8- The plot of pH has on adsorbed Fe(II) across experiments 6-10. The reaction 
conditions were 100 mg hematite, initial 3 mM Fe(II), 36 mM PIPES for experiment 6 at pH 
6.86 and MOPS for experiments 7-10. 
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1.16 mM. It appears that the adsorbed Fe(II) concentration has not changed with an increase in 
pH but the dissolved and total Fe(II) concentrations in table 5 indicates higher adsorption. 
According to table 5, at pH 6.86 there was 1.87 mM total Fe(II) recovered and 0.733 mM 
dissolved Fe(II) recovered. At pH 6.95 the total Fe(II) recovered was 1.32 mM and 0.153 mM 
dissolved Fe(II) recovered. There is a large difference between dissolved Fe(II) and total Fe(II) 
concentrations recovered between pH 6.86 and 6.95 which can be explained through adsorption 
and oxidation of higher concentrations of Fe(II). As the pH increases hematite has a higher 
capacity to adsorb higher concentrations of Fe(II), which is then followed by oxidation of partial 
amounts of adsorbed Fe(II).  
This shows that the pH of the reaction solution has a large impact on the concentration of 
the Fe(II) species present in the system. As the pH increases the amount of Fe(II) adsorbed to 
hematite increases, which lowers the total Fe(II) recovered due to an increased amount of Fe(II) 
oxidized by structural Fe(III) in hematite. The reduction rates of organic contaminants by 
adsorbed Fe(II) species has been related as proportional to concentration of Fe(II) adsorbed. 
However, with hematite it has been shown that the contaminant reduction of U(IV) was not 
proportional to Fe(II) adsorbed, but by a pH dependent reactive ≡FeIIIOFeIIOH0 species. The 
adsorbed Fe(II) data reported is insufficient to explain the relationship of adsorbed Fe(II) to the 
observed reaction rate. To obtain an idea of this relationship multiple experiments with identical 
pH and varying concentrations of initial Fe(II) would need to be performed. This could be 
challenging because it would require the pH of each experiment to be within the same range, 
when it has been demonstrated that there are always small variations in these heterogenous 
systems. Thus, the kobs data will be explained through the theoretical existence of the pH 
dependent reactive ≡FeIIIOFeIIOH0 species.  
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4.4 Influence of pH on kobs 
The reduction of HBCDD by adsorbed Fe(II) species was measured across 6 experiments 
with different pHs that were chosen due to their environmental significance. The time course for 
these reactions varied depending on the pH. As the pH increased the overall reduction reaction 
across the isomers increased.  
A typical time course is shown above in figure 9 for experiment 10. Experiment 10 was 
performed at pH 6.95 with 36 mM MOPS buffer, initial 3 mM Fe(II) and 100 mg hematite over 
26 h. Figure 9 shows the plot of the natural logarithm of HBCDD isomer concentration vs time. 
The plot illustrates that the reduction of HBCDD by Fe(II) adsorbed to hematite follows first 
order kinetics and the isomers exhibit different reactivities. Interestingly, the only difference 
between these isomers is the relative position of the bromine atoms as shown in figure 1. β and γ-
HBCDD have similar reactivities at 0.0485 hr-1 and   0.0433 hr-1, respectively at pH 6.95. This 
could indicate that the bromine atoms in both isomers may be optimal for debromination which 
 
Figure 9- Natural logarithm of HBCDD concentration vs. time at pH 6.95 showing the reduction of the 
HBCDD isomers. The reaction solutions contained initial 3 mM Fe(II), 36 mM MOPS, and 100 mg of 
hematite, while Fe(II) aqueous contained no hematite. 
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leads to the faster reaction rate compared to α-HBCDD. The reaction of the “HBCDD isomer” 
contains no hematite to illustrate there is no reduction reaction from Fe(II) aqueous.  The kobs is 
dependent on the pH and the relationship is shown below in figure 10. 
 
 There is a clear trend of increasing kobs with pH and each isomer has a different 
sensitivity towards pH. Across all experiments α-HBCDD is the slowest reacting isomer, while β 
and γ-HBCDD have similar reaction rates until pH 7.35 where γ-HBCDD appears to react faster 
than β-HBCDD. These results could support the observation that the rate at which Fe(II) 
adsorbed to hematite reduces organic contaminants may be due to a pH dependent 
≡FeIIIOFeIIOH0 species. 
 
Figure 10- The relationship of kobs with increasing pH for the stereoisomers of HBCDD. 
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 The reported pseudo-first order rate constants for experiments 5-11 are shown below in 
table 6. The pseudo first order rate constants were measured in the solid and aqueous phases and 
combined mathematically to report kobs values. The kobs values that are reported as 0 showed no 
reaction because there was an increase in HBCDD concentration over time. These negative 
values were small and if statistical analysis was performed on those experiments it would show 
uncertainties much larger than the observed reaction rates.  
Table 6- Psuedo first order rate constants of HBCDDDDD in the 
aqueous, solid and total phase for experiments 5-11 with their intial 
Fe(II) and hematite concentration.  
kObsAqueous 
(hr-1) 
kObsSolid 
(hr-1) 
kObsTotal 
(hr-1) 
pH Initial 
Fe(II) 
(mM) 
Concentration 
of hematite 
(g/L) 
Experiment 5 
     
alpha 0 0 0 6.76 3.0 10  
beta 0 0.0189 0.0118 
   
gamma 0.0179 0.0079 0.0054 
   
Experiment 6 
     
alpha 0.0041 0.0182 0.0127 6.86 3.0 20  
beta 0.0259 0.0386 0.0345 
   
gamma 0.0477 0.0009 0.0055 
   
Experiment 7 
     
alpha 0.0078 0.0188 0.0149 7.15 3.0 20  
beta 0.054 0.134 0.127 
   
gamma 0.109 0.0412 0.0549 
   
Experiment 8 
     
alpha 0 0 0 7.36 3.0 20  
beta 0 0 0 
   
gamma 0.626 0 0.0156 
   
Experiment 10 
     
alpha 0.011 0.0127 0.0121 6.95 3.0 20  
beta 0.0445 0.05 0.0487 
   
gamma 0.04 0.0433 0.0432 
   
Experiment 11 
     
alpha 0.0747 0.158 0.108 7.35 6.0 20  
beta 0.866 1.094 1.044 
   
gamma 1.031 0.752 1.341 
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Experiment 5 contained 50 mg of hematite in the experimental test tubes to measure the 
effect of hematite concentration on the reaction rate. The amount of adsorbed Fe(II) of those 
experiments are shown in table 5 and are nearly half when compared to the experiments at pH 
6.8 that contained 100 mg hematite. There was no observed reaction with the α-HBCDD and is 
reported as 0 because the pseudo first order rate constants were negative. β-HBCDD reported a 
total kobs of 0.0118 hr
-1 while γ-HBCDD reported a total kobs of 0.0054 hr-1. The rate constants 
for experiment 5 are lower when compared to 100 mg hematite which can be explained by a pH 
dependent Fe(II) species. The lower concentration of hematite means there is less adsorbed 
Fe(II) species and possibly smaller amounts of the reactive ≡FeIIIOFeIIOH0 species, which leads 
to a slower reaction.  
Experiment 6 was the first experiment to exhibit consistent reduction of HBCDD. The 
pseudo-first order rate constants can be found in table 6 for each of the isomers. The β-HBCDD 
isomer reacts the fastest at with a total kobs of 0.0345 hr
-1 which is followed by α at 0.0127 hr-1 
and finally γ with a total kobs of 0.0055 hr-1. This γ-HBCDD total kobs is barely an increase from 
experiment 5 reaction rate 0.0054 hr-1 containing 50 mg of hematite. It appears that γ-HBCDD is 
reacting the slowest with a total kobs rate constant lower than α-HBCDD. A closer look at the 
moles of HBCDD vs. time shown below in figure 11 could provide an explanation.  
 
37 
 
 The total moles of HBCDD spiked into each reaction solution is 5 nmol however 
in figure 9 the γ-HBCDD isomer is reported to have an initial amount of 5 nmol. As previously 
mentioned the HBCDD stereoisomers are present in different amounts in technical mixtures but 
it is difficult to calculate the exact ratio of these isomers in the technical mixture. To account for 
 
Figure 11- Plot of moles of γ-HBCDD in the solid (top) and aqueous phase (bottom) vs time (h) of experiment 6. The 
reaction conditions were final pH 6.86, initial 3 mM Fe(II), and 36 mM PIPES buffer.  
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this the reported nmol of each isomer was reported as the initial amount. The reported pseudo 
first order rate constant would not be affected by this correction because it is a ratio of the 
starting concentration to the final. 
 There is a decrease in the number of moles in the aqueous phase in experiment 6 which is 
associated with adsorption of Fe(II) onto hematite. As shown before aqueous Fe(II) is not a 
potent reductant so the decrease in HBCDD in the aqueous phase should largely be attributed to 
adsorption. However, with the decrease in aqueous phase there should be a slight increase of 
HBCDD in the solid phase but according the figure 11 it seems to stay within the same range of 
2.5- 3.4 nmol. At first there is a large excess of γ-HBCDD in the aqueous when spiking and it 
slowly adsorbs to the solid phase. Theoretically, if the rate of adsorption is similar to the rate of 
the γ-HBCDD reduction reaction, there would be almost no net change in Fe(II) adsorbed 
concentration. The rate of γ-HBCDD sorption and reduction from Fe(II) species are similar 
meaning there is no observed change in the amount of γ-HBCDD in the solid phase. Which 
could provide an explanation for the small kobs reported in table 6.  
 Increasing the pH from 6.86 to 6.95 lead to an increase in total kobs. Table 6 shows there 
was an increase total kobs of β-HBCDD from 0.0345 hr-1 at pH 6.86 to 0.0487 hr-1 at pH 6.95 
which is an increase by a factor of 1.5. γ-HBCDD showed the highest increase with a total kobs at 
pH 6.86 of 0.0055 hr-1 to 0.0432 hr-1 at pH 6.95. With this increase in pH there was no change in 
the total kobs of α-HBCDD.  
 Increasing the pH by 0.2 units from 6.95 to 7.15 lead to another increase in total kobs 
shown in table 6. The total kobs of β-HBCDD increased from 0.0487 hr-1 at pH 6.95 to 0.1269 hr-1 
at pH 7.15 which is about a factor of 2.6. The total kobs γ-HBCDDs increased from 0.0432 hr-1 at 
pH 6.95 to 0.0549   hr-1 pH 7.15 which is an increase by a small factor of 1.1 The total kobs of α-
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HBCDD only increased by a small factor of 1.1 from 0.0121 hr-1 at pH 6.95 to 0.0149 hr-1 at pH 
7.15 following the observed trend of α-HBCDD reacting the slowest.  
 Increasing the pH from 7.15 to 7.36 (experiment 8) did not lead to an increase in total 
kobs. There appears to be a minimum threshold for dissolved Fe(II) concentration that is needed 
to sustain a reduction reaction. At the pH 7.36 with initial 3 mM Fe(II) there was no observed 
reaction due to the low concentration of dissolved Fe(II). Figure 12 shows two reactions that 
involving HBCDD that did not occur. The total γ-HBCD on the left is experiment 8 while the 
plot on the right is a control experiment that contains no initial Fe(II). The control experiment 
shows that hematite does not react with HBCDD to any appreciable extent. These two plots show 
the effect of aqueous Fe(II) on the degradation on HBCDD. The system might have a threshold 
of Fe(II) required to sustain a reaction and the conditions in experiment 8 are not met which 
leads to nearly no reaction. The same effect is observed in the control experiment that contains 
no Fe(II). 
  
Figure 12- Plot of nmoles vs time in kinetic experiment 8 shown on the left. The control experiment containing 
100 mg hematite at pH 7.2 containing no initial Fe(II) shown on the right. 
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 To correct this, the experiment was repeated (experiment 11) by doubling the initial 
Fe(II) to 6 mM. The increase in Fe(II) concentration makes it difficult to compare the rates 
because the conditions are not the same with respect to initial Fe(II) concentration, but there was 
a drastic increase in rate. The total kobs of β-HBCDD increased from 0.1269 hr-1 at pH 7.15 to 
1.0439 hr-1 at pH 7.35, which is almost an increase by a factor of 8.2. Interestingly the total kobs 
of γ-HBCDD was faster at pH 7.35 at 1.3413 hr-1 which is a 24.4 factor increase from pH 7.15 at 
0.0549 hr-1. Even α-HBCDD showed an increase in reaction rate from 0.0149 hr-1 at pH 7.15 to 
0.1079 hr-1 which is an increase by a factor of 7.2. However, this data should be observed with 
caution because of the drastic change in initial Fe(II). There could be processes that differ at the 
hematite surface with high concentrations of Fe(II). There are studies showing that adsorption of 
Fe(II) on hematite surface can catalyze growth of new mineral phases that could have different 
reactivities (22). 
5. Environmental Significance 
These experiments show that in a system with a few mM dissolved Fe(II) and 20.0 g/L 
hematite at pH 6.86, 6.95, 7.15 and 7.35 γ and β-HBCDD are degraded within a couple of days. 
The pseudo-first order rate constants show that Fe(II) adsorbed to hematite could play a relevant 
role in the reduction of HBCDD in sediments. The observed reaction rate of the reduction of 
HBCDD increases with pH with the experiment at pH 6.95 reaching its first half-life within nearly 
15 hours as shown in figure 9. Rather than following the model of the reaction rate as a function 
of Fe(II) adsorbed concentration, these experiments show it is possible that there is a reactive Fe(II) 
species that is pH dependent.  
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Figure 13- XRD of the crystalline powder of Hematite. 
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Figure 14- Natural log plot of total α-HBCDD (top left), β-HBCDD (top right) and γ-HBCDD (bottom left) vs. time 
with reaction conditions of initial pH 6.89 and final 6.86, 100 mg hematite suspended in 3 mM Fe2+ and 36 mM 
MOPS buffer.  
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Figure 16- Natural log plot of total α-HBCDD (top left), β-HBCDD (top right) and γ-HBCDD (bottom left) vs. time 
with reaction conditions of initial pH 7.05 and final 6.95, 100 mg hematite suspended in 3 mM Fe2+ and 36 mM 
MOPS buffer.  
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Figure 17- Natural log plot of total α-HBCDD (top left), β-HBCDD (top right) and γ-HBCDD (bottom left) vs. time 
with reaction conditions of initial pH 7.25 and final 7.15, 100 mg hematite suspended in 3 mM Fe2+ and 36 mM 
MOPS buffer. 
 
 
 
 
 
 
 
 
45 
 
 
 
Figure 18- Proposed first order reaction of total α-HBCDD (top left), β-HBCDD (top right) and γ-HBCDD (bottom 
left) vs. time at initial pH 7.65, final pH 7.35, containing 100 mg of hematite, 6 mM Fe2+ and 36 mM MOPS buffer. 
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